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ABSTRACT
A study of the United States Bureau of Mines newly 
developed electrooxidation process for the recovery of 
mercury from cinnabar ores was performed. The investiga­
tion included testing of both synthetic and naturally 
occurring cinnabar ores. A preliminary mechanism for 
the dissolution reaction has been developed. Generation 
of hypochlorite was found to be the rate controlling step 
in the dissolution sequence for synthetic ores.
The study showed that essentially all of the cinnabar 
is reacted under normal test conditions and that an opti­
mum of from 50-70% of the mercury contained in the ore 
as cinnabar in present in the aqueous phase at any given 
time. The remainder is present on the cathode or in the 
cell residue as elemental mercury.
The chemical effects of the addition of pyrite and 
sulfur to synthetic ore samples were also studied. The 
addition of these oxidizable impurities to unbuffered 
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INTRODUCTION
This thesis describes recent laboratory experiments 
on the electrolytic oxidation of cinnabar ores for the 
recovery of mercury. Emphasis was directed toward cor­
relating the dissolution of mercury with the formation of 
sulfate ions in solution, and toward determining the effects 
of pyrite and elemental sulfur on mercury dissolution 
using both synthetic and naturally occurring ores.
Most of the world's production of mercury comes from 
direct furnacing of cinnabar ores. Pyrometallurgical 
methods are efficient in the sense that mercury content 
of the calcine is usually very low. However, losses in 
the condenser system are sometimes high (1 ) and thus un­
acceptable from a metallurgical as well as environmental 
standpoint. If air pollution due to the processing of 
mercury ores is to be avoided, a process that does not 
include sulfide furnacing is a logical choice.
A promising hydr©metallurgical process proposed in 
the last half-centruy is the chlorine/hypochlorite 
process initially patented by Glaeser (2) and recently 
made workable by Parks and Baker (3). Recoveries greater 
than 95# are possible from feed ranging from high grade 
cinnabar concentrates to very low grade ores. More 
recently, the United States Bureau of Mines (USBM) Reno
2
Metallurgical Research Center has developed a hydro-
metallurgical process (4) for the extraction of mercury
from cinnabar ores in which oxidation is accomplished
by electrolysis of ores slurried with brine. Although
the chemistry of the processes is similar, electrolytic
oxidation differs from direct hypochlorite addition in
that the chloride (Cl ) concentration is substantially
higher, which facilitates complex formation of the highly 
_2stable HgCl^ species. Bench and pilot scale investiga­
tions at the USBM have indicated extractions greater than 
95% can be obtained with feed ranging from 0.6 to 20 pounds 
of mercury per ton (4).
Important parameters in the electrooxidation pro­
cess include salt concentration, ore particle size, current 
density, treatment rate in amps per ton ore, electrode 
composition, electrode spacing, and temperature (4).
3
THEORETICAL ASPECTS
The most probable interaction between red cinnabar 
and hypochlorite ion at a pH near neutrality is (5)
HgS + ^ CIO------*-Hg++ + if Cl" + SQ^ (1 )
where the standard free energy of formation, AG°, is 
-22if kcal/mole. The thermodynamic free energy change 
associated with this reaction is so negative that it is 
effectively irreversible, i.e., no significant residual 
hypochlorite concentration is necessary to prevent the 
reverse reaction. A reaction between cinnabar and aqueous 
chlorine (2) is also possible
HgS + Cl2(aq.)----->Hg++ + 2 Cl" + S (2)
where A G °  = -11.6 kcal/mole.
However, uncomplexed mercuric ions are not the stable 
species in chloride solutions. A distribution diagram for 
mercuric chloride complexes in unsaturated solutions is shown
_pin Figure 1. The diagram indicates that the HgCl^ complex 
predominates at a pCl of -0.3* The only other complexes of 
significance are HgCl^ and HgClg.







-2  0 2 *f 6 8 10
pCl
Fig. 1 Distribution diagram for mercuric chloride complexes (6)
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The solubility of mercuric chloride is 0.27 moles 
per liter (6) in pure water, while the solubility of mer­
curic chloride in 2.0 molar salt solution is 1.^0 moles 
per liter, a phenomenon directly attributable to the 
formation of chloro complexes. A predominance area diagram 
for solutions saturated with HgCl2 is shown in Figure 2.
pH
Fig. 2 Predominance-area diagram for solutions 
saturated with HgClg (6)
The various regions indicate the values of pH and pCl for 
which a particular species predominates. To the right of 
the diagonal line, mercuric oxide precipitates. For solu­
tions saturated with HgClg* the sum of the pH and pCl 
cannot exceed 8.23 (6) without causing precipitation of 
HgO. For unsaturated solutions, the diagonal line is 
shifted to the right. Thus the pH range over which the 
chloro complexes are stable is widened. For example, 
the pH at which precipitation of HgO occurs in a solution
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containing a total Of 10" 2 moles per liter mercury in 
2.0 molar NaCl can be calculated by considering the 
following relationshipst
[HgCl^J = 5-5 x 106 [Hg+^|[ci^ (3)
ĵ HgCl̂ j = 3*0 x 106 [_HgCl^[ci^J (4)
[HgCl“J = 7.08 jfigcij jci'J (5)
[HgCl^J = 10 [HgCl^J [ci"J (6)
[HgOK^ = 2.0 x 1010 j^Hg^J[oH^j (7)
[l{g(0H)^j = 2.5 x 1011 [HgOH^j [o h"J (8)
[h+J(p h"1 = io~lif (9)
where precipitation of HgO occurs when
Hg(0H)2 2.4 x 10'^ moles/liter. (10)
A mass balance of mercury gives
[Hg+t] + [HgCl+J + [HgCl2] + [HgCl"] +
[_HgCl^=] + [HgOK+J +[ng(0H)^j = 10“ 2 (11)
which can be simplified by substituting equations 3» 4,
5, and 6 in for their respective values. Thus an equation 
of the form
\jig~*] (l + lO6- ^ ^ ! - ]  + 1013*22 [ci~j2+
103>.°7 [or]3 + 1015*07 [ci'3 = 10"2 (12)
is obtained. Solving equation 12 forfHgjamd substituting 
into equations 3, 4, 5, and 6 the following are obtainedi 
( V + ]  - 5.1 * 1C' 19
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[HgCl^j = 5.6 x 10"12
[HgCl2J = 3.3 x 10"5
[HgCl“J = x 104
|^HgCl=j = 9.5 x 10” 3
From equations 7, 8, 9, and 10, the pH at which precipi­
tation of HgO initiates at the above indicated conditions 
is found to be 10.4.
A brief description of the primary reactions that 
occur during the electrolysis of a neutral sodium chloride 
solution for the generation of hypochlorite (7) is neces­
sary in order to understand the electrooxidation process. 
Chloride ion is oxidized to chlorine at the anode
2 cl” - 2 e”---- > C l 2(aq.) (13)
and then disproportionates in neutral solutions according 
to the equation
Cl2 + K20 — - HC10 + H+ + Cl” . (14)
Water is reduced at the cathode
2 H20 + 2 e”---- + 2 OH”. (15)
The reaction
Cl2 + 2 OH”----> C 10~ + Cl” + H2Q (16)
then takes place in the body of the solution and the 
overall reaction is









Figure 3 shows current potential curves for the 
system Cl“/Cl2/C10" at a graphite electrode (7).
Solutions: Curve I: N HCIO^; Curve 2: M Cl“ + N HCIO^; 
Curve 3* saturated Cl2 + HClO^j 
Curves 5» 6: ^ x 10”  ̂M C10“ + pH buffer
EXPERIMENTAL APPARATUS
Apparatus was assembled to meet two specifications; 
first, provision of direct current to the electrodes in 
the oxidation cell; and second, maintainence of constant 
temperature in the oxidation cell.
EQUIPMENT
Constant Temperature Oxidation Cell
A four liter heavy duty Pyrex beaker was used as the 
oxidation vessel. A constant temperature was maintained 
in the vessel by immersing it in a water bath held within 
a plexiglass container. Water was recirculated through 
the plexiglass container by a Lab Lines Inc. constant 
temperature bath pump unit with automatic temperature 
control. A Sargent stirring motor drove a 1-3/^" diameter 
polyethelene three blade stirrer in the oxidation vessel. 
The vessel and the plexiglass container were placed on an 
adjustable platform to facilitate proper placement of the 
electrodes and to obtain the appropriate current density.
Power Source
Direct current to the electrodes was supplied through 
an H. L. Butcher rectifier. Household 110 volt alter­
nating current was the original source of power. Current 
for the oxidation system was measured by a Weston D. C.
Ammeter, Model ^5, with a five amp shunt. Voltage be­
tween the electrodes was measured with a Simpson volt­
meter contained in the rectifier.
The electrodes used were made of graphite, 12" in 
length, 1-7/16" in width, with a thickness of 3/8", and 
3/8" between anode and cathode. A copper busbar connected 





MATERIALS AND EXPERIMENTAL PROCEDURES
Electrooxidation tests were conducted on synthetic 
mixtures and naturally occurring cinnabar ores. Synthetic 
samples were prepared from reagent grade laboratory chem­
icals. Two naturally occurring ores from Nevada were 
studied; a soft clay ore from the Cordero Mine, which con­
tained 9.5 pounds of mercury per ton; and a hard opalitic 
ore from the Ivanhoe District, which contained 23.0 pounds 
of mercury per ton.
MATERIALS
Synthetic Ore
The major constituent of the synthetic ores was 
sized and cleaned Amador silica sand. A -35 mesh/+100 
mesh fraction of the crude sand was agitated in aqua 
regia for 24 hours, filtered, washed thoroughly, dried, 
and stored for further use. B & A reagent grade mercuric 
sulfide was the source of cinnabar for the synthetic ores. 
A standard ore charge contained 13-5 grams of mercuric 
sulfide and 1336.5 grams of sand.
Certain tests required the addition of pyrite or 
sulfur. Crystalline pyrite, purchased from Ward's Natural 
Science Establishment Inc., was used. The crystals were 
hand crushed to -35 mesh with a procelain mortar and 




Most of the cinnabar contained in the Cordero ore 
sample occurred as fine grains embedded in a very porous 
pink colored clay matrix surrounding small grains of 
silicious material. The entire sample was reduced to 
-35 mesh by first screening out the -35 mesh fraction, and 
then alternately crushing and screening the +35 mesh frac­
tion until the sample was 100$ -35 mesh. Crushing was 
accomplished by using a combination of jaw and roll crushing 
steps.
Most of the cinnabar in the Ivanhoe ore occurred as 
fine grains disseminated throughout a hard opalitic host 
rock. This sample was reduced to -35 mesh by the same 
procedure as the Cordero ore.
EXPERIMENTAL PROCEDURES
All experimental tests were conducted by slurrying 
1350 grams of ore and 300 grams of reagent grade salt 
with 2500 ml of distilled water. The electrodes were in­
serted into the slurry and adjusted to the desired cur­
rent density, 0.25 or 0.50 amps per square inch, and 
amperage, 2.5 or 5.0 amps. The temperature was main­
tained at 30° C. All experiments were batch, with periodic 
analyses for mercury and sulfate, hypochlorite, hydrogen,
13
and chlorate ions used to follow the reaction (Figures 
5 through 13).
The analytical methods employed in the investigation 
were as follows:
1. For mercury and iron: The United States Bureau 
of Mines Reno Metallurgy Research Center con­
ducted the analyses for both species by atomic 
absorption,
2. For sulfate: The standard barium chloride gravi­
metric method was used (8).
3. For hydrogen ion: A Corning Model 12 pH meter 
was used.
For hypochlorite: An indirect iodometric titra­
tion with sodium thiosulfate was used (9).
5. For chlorate: an indirect iodometric titration 
with sodium thiosulfate was used (10). When 
both chlorate and hypochlorite species are present 
a two step procedure is necessary. The procedure 
is based on the fact that in concentrated acid 
both hypochlorite and chlorate will be reduced by 
thiosulfate; while in very dilute acid, only 
hypochlorite will be reduced. To perform the 
chlorate analysis, a 10 ml sample is placed in 
a 1000 ml erlenmeyer flask along with excess 
potassium iodide, 40 ml concentrated HC1, and -̂20
ml of distilled water. The contents of the flask 
are titrated with 0.10 N sodium thiosulfate using 
starch as an indicator.
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RESULTS
experimental results are shown in graphical form in 
Figures 5 through 13 and in tabular form in Tables I through 
X. Table X summarizes the optimum results for all ex­
perimental tests, each point plotted in Figures 5 through 
13 represents the avarage of at least two experimental 
observations.
The results of this project can be divided into two 
major categories; (1 ) experimentation with synthetic ores, 
Figures 5 through 1 1 , and (2) experimentation with naturally 
occurring ores, Figures 12 and 13. All tests were conducted 
at a treatment rate of 5*0 amps and a current density of 
0.5 amps per square inch, with the exception of that test 
corresponding to Figure 5« This test was conducted at 
reduced conditions of 2.5 amps and 0.25 amps per square inch 
for the purpose of extending reaction time.
SYNTHETIC ORES
Figure 5 shows the results of a test conducted at low 
amperage, and Figure 6 shows the results of a test conducted 
at standard amperage. The effects of buffering a synthetic 
ore with 0.1 molar NaHCO^ are shown in Figure 7. This 
test was deemed necessary in view of the fact that natu­
rally occurring ores are naturally buffered at a slightly 
basic pH.
Figures 8, 9» 10, and 11 show the effects of the 
addition of other oxidizable constituents to standard syn­
thetic ore charges. The effects of the addition of flowers 
of sulfur are shown in Figure 8. Figures 9, 10, and 11 
show the effects of the addition of varying amounts of 
pyrite.
NATURALLY OCCURRING ORES
Figures 12 and 13 show the results of electrolytic 
oxidation of two naturally occurring cinnabar ores. These 
ores were chosen for their relative purity, i.e., lack of 
other oxidizable conctituents. All the mercury contained 

















FIGURE 5. Electrolytic oxidation of a 1.0°/o HgS synthetic ore at 0.25































FIGURE 6. Electrolytic oxidation of a 1.0%  HgS synthetic ore at 0 .5






























FIGURE?. Electrolytic oxidation of a 1.0% HgS synthetic ore buffered

















FIGURE 8. Electrolytic oxidation of aLO %  HgS TO% S synthetic ore 






























FIGURE 3. Electrolytic oxidation of a |.Q % H gS " 1.0 %  FeS2 synthetic 
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FIGURE 10. Electrolytic oxidation of a TO %  HgS— 0.6%  Fe$2 synthetic





























FiGUREIl. E lectrolytic oxidation of a 1 .0%  H gS -O .2  %  FeS2
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FIGURE 12. Electrolytic oxidation of 0.55 %HgS Cordero ore 

































FIGURE i3 . Electrolytic oxidation of a 1.33 °/0 HgS Ivanhoe ore 














In all experiments, aqueous mercury concentration 
increased gradually at a decreasing rate until essentially 
all the cinnabar was consumed. Concurrent to the reaction 
in which cinnabar is consumed by hypochlorite, a reaction 
in which mercuric ions or mercuric complexes are reduced 
to elemental mercury was observed. The reduction is due 
to direct reduction at the cathode. Elemental mercury 
was observed in the cell residue or on the cathode in all 
tests.
SYNTHETIC ORES
The complexity of the dissolution reaction for cinna­
bar is compounded by fluctuations in hydrogen ion con­
centration, Figures 5 through 11. The phenomena can be 
explained by the work of others. Choppin and Faulkenberry 
(11) state that the oxidation of alkali sulfides by 
hypochlorite is neither simple nor direct, and may yield 
sulfur, polysulfides, sulfites, thiosulfite, of sulfates 
depending on the alkalinity, temperature of the solution, 
and concentrations of the reactants. They also believe 
that sulfur is the primary oxidation product of sulfides, 
and they conclude that when sulfide solutions react with 
excess hypochlorite, only sulfur and sulfate are formed as 
end products. The relative quantities of sulfate and sulfur 
are dependent on the concentration of reactants, the hydrogen
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ion concentration of the reaction medium, and the temper­
ature .
Prom the data obtained as the subject of this thesis, 
it appears that some mechanism exists whereby the pro­
duction of sulfate and colloidal sulfur occurs by either 
parallel or consecutive reactions. The stoichiometric 
relationships are
HgS + 0C1" + H20 --- > H g ++ + Cl” + 2 0H“ + S (18)
HgS + b 0C1“-----^Hg** + 4 Cl” + S0=. (19)
The sudden increase in pH noted at the beginning of 
each test in Figures 5 through 11 is due to reaction (18).
In no test did the solution become basic enough to cause 
precipitation of HgO. The colloidal sulfur produced by 
this reaction is then oxidized to sulfate with equivalent 
production of acid accordingly
S + 3 OCl" + H20--->2 H+ + 3 Cl” + S0=. (20)
It should be noted that equation (19) can be obtained 
by adding equations (18) and (20).
Cinnabar dissolves rapidly (5) in hypochlorite sol­
utions. From Figure 6 it is apparent that hypochlorite 
concentration is insignificant until all the cinnabar has 
reacted. Thus, generation of hypochlorite is the rate 
controlling step in the dissolution sequence for syn­
thetic ores.
Figure 7 shows the effects of buffering a synthetic 
ore sample with NaHCO^. The significant feature is the 
predominance of the chlorate species. Latimer (12) states 
that the reaction
3 CIO"---- ^C10~ + 2 Cl" (21)
is important in alkaline solutions, and this is the probable 
source of chlorate.
The effects of the addition of flowers of sulfur to a 
standard synthetic ore charge are shown in Figure 8. The 
same general trends occur for all species with the exception 
of sulfate and hypochlorite. Sulfate concentration is 
significantly increased due to the oxidation of sulfur 
(Equation 18). Hypochlorite concentration becomes signifi­
cant as most of the cinnabar is consumed; however, as acid 
is generated the reaction
HC10 + Cl" + H+---- * C 1 2 + H20 (22)
occurs (12) and residual hypochlorite concentration be­
comes insignificant.
The effects of the addition of pyrite to synthetic 
ores are shown in Figures 9» 10, and 11. The curves closely 
parallel those for the addition of sulfur with the exception 
of mercury concentration. The significant result in these 
tests is the formation of ferric-mercuric-chloro complexes 
FeHgCl^ and FeHgCl^ , under acid conditions. These complexes
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are more electroactive than the corresponding HgClj^ and 
HgCl^ complexes, and so they are reduced at the cathode.
The appearnace of the cathodes after the deposition of 
mercury under these conditions is illustrated in Figure 1^. 
This can be contrasted with Figure 15* which shows the 
typical electrode conditions after an eight hour test.
The mercury present on the electrodes here appears as a 
very light gray coating on the lower section of the cathodes.
NATURALLY OCCURRING ORES
Figures 12 and 13 show the results of electrooxidation 
tests on naturally occurring ores. The fluctuation in 
hydrogen ion concentration observed in synthetic ores was 
not encountered in naturally occurring ores. Both ore 
samples studied we re well buffered at a pH slightly above 
neutrality. The buffering characteristics of these ores 
is probably due to the presence of alkaline carbonates in 
the ore sample.
With the exception of hydrogen ion concentration, all 
other curves closely parallel those of the standard syn­
thetic ore (Figure 6). Generation of hypochlorite is 
enhanced,however, by the buffering ability of ores.
Figure l^t Electrode condition after electrooxidation of 
a 1.0 % HgS - 1.0 fo FeS^ synthetic ore.




1. Electrooxidation is an efficient process for the 
dissolution of cinnabar. More than 98% of the cinna­
bar contained in the ore can be dissolved under nor­
mal conditions.
2. Generally, a maximum of from 50-70% of the mercury 
contained in the feed is present in the aqueous phase 
at any given time. The remainder is present on the 
cathodes or in the cell residue.
3. Generation of hypochlorite is the rate controlling 
step in the dissolution sequence for synthetic ore.
The addition of oxidizable impurities such as sulfur 
or pyrite to unbuffered ores significantly affects 
the performance of the electrooxidation process.
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0.5 2.2 1.5 2.5xl0"10 NIL NIL
1 3.6 3.1 2.5xl0“8 NIL NIL
2 5.3 4.0 6.3xl0"7 NIL NIL
8.0 7.5 1.8x10“6 NIL • 5
6 10.3 10.6 3.6x10“^ NIL .5
8 12.0 13-6 3.2xl0~3 NIL .4
10 14.0 16.2 2.8xl0“3 NIL .6
12 11.0 16.8 2.1xl0"5 5.0 1.2
14 • 9.5 17.6 2.5xl0“6 6.0 1.0
16 7.6 18.0 4.7xlO~7 7.5 1.0
3 4
TABLE II
Electrolytic Oxidation of l , 0 f i HgS Synthetic Ore
Time, Mercury Sulfate K+
Hypo­
chlorite ChlorateHours mm/l mm/l m/l mm/l mm/l
0.5 3-3 2.1 7.6x 10-11 2.0 NIL
1 5.6 5-3 6.9x10“9 .4 NIL
2 10.4 9.8 3.9xl0“8 . 6 . 6
3 11.9 11.9 7.8x 10“8 .6 .4
4 11.1 13.4 1.4xl0“7 8.5 .4
5 8.7 2.0x10~7 9-5 1.5
6 9-3 14.8 2.1xl0“7 10.1
7 9.6 2.0x10“7 10.5
8 9.6 17.2 1.7xl0“7 10.1 1.3
9 9.8 1.2xl0~7 11.0




















0.5 2.6 1.7 6.8xl0"9 NIL 1.3
1 4.2 3-5 .2 4.1
2 6.2 6.9 .2 3.8
3 7.5 9.8 .2 7.0
4 8.6 11.4 5.0x10“9 1.4 8.2
5 8.0 12.8 4.6 11.4
6 7.2 5-5 17.2
8 7.3 15.4 2.3xl0“9 5.0 20.4
3 6
TABLE IV














0.5 2.7 2.4 4.8xl0-11 2.5 NIL
1 4.8 5.2 2.0xl0“ 9 ,2 .4
2 9.2 11.5 l.lxlO-8 .1 .4
3 10.0 13-5 2.5xl0“ 7 3.4 .6
4 14.2 16.6 4.4xl0“ 6 NIL .5
5 15.0 19.6 1 .5xlO" 3 NIL .6
6 14.9 22.3 5.3xlO" 3 NIL .7
7 15-0 7.6x10"3
8 15-0 26.3 l.lxlO-2 NIL 1.3
3?
TABLE V














0.5 3.4- 2.7 2.0xl0“7 NIL NIL
1 6.0 5.9 6.OxlO-8 .2 NIL
2 9.7 9-9 8.5xl0-8 • 3 NIL
3 11.9 12.6 2.lxl0~7 1.8 NIL
4 11.7 14.0 4.6x10**' 3.0 NIL
5 12.8 16.5 -Li3.9x10 ' .4 NIL
6 5.8 21.9 3.1xl0"2 NIL NIL
7 1.7 4.8xl0~2 NIL NIL
8 .4 30.5 5.5xl0"2 NIL NIL
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TABLE VI














0.5 3.0 3.5xl0“9 NIL NIL
1 5-3 5.4 5.IxlO-8 NIL NIL
2 7.5 9.7 l.lxio"7 NIL NIL
3 8.7 12.3 1.6x10~7 4.0 NIL
4 10.5 13.7 6.5xlo-7 4.5 NIL
5 12.9 16.3 2.6xl0~6 4.5 NIL
6 8.9 19.4 1.5x10"3 1.0 NIL
7 2.3 24.4 3.9x10"3 NIL NIL
8 1.7 27.4 5.0xl0-3 NIL NIL
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TABLE VII














0.5 3.2 -102.1x10 iU 1.5 NIL
1 5.1 5-7 3.0xl0"8 NIL NIL
2 8.3 9.7 4 . 9 x 1 0 " 8 .8 NIL
3 8.9 12.2 7.1xl0"8 5.5 • 3
4 8.1 14.0 1 .7xlO~7 8.0 • 3
5 9.9 15-5 3.2xl0~7 8.5 .3
6 10.5 16.9 3 . 6 x 1 0 “ 7 8.5 • 3
7 1 1 .1 19.2 7.1xlO~7 7.0 • 3
8 10.7 20.5 1 .2xl0"6 8.0 • 3
TABLE VIII
Electrolytic Oxidation of 0.55f° HgS Cordero Ore













0.5 2.6 2.5 2.7x10“8 NIL NIL
1 5-5 k . 6 i.tao“8 1.6 NIL
2 8.3 6 . 7 1.4xl0“8 8.9 NIL
3 9.2 7.9 1.5xl0“8 16.9 • 5
k 9.2 8.6 l.lxlO"8 20.7 .6
5 9.0 9.7 1.5x10“8 2k. 7 .8
6 8.9 10.7 l.lxlO-8 ’ 26.5 .9















0.5 .2 1.6 5.1xl0"3 NIL NIL
1 . 8 3.0 6.0xl0“8 • 3 NIL
2 4.7 4 . 6 9.0xl0“9 • 5 NIL
3 7.5 9.4 9.0x10~9 1.8 NIL
4 10.7 12.2 l.lxlO"8 3.6 NIL
5 12.3 15.7 1.Oxl0~8 6.3 NIL
6 12.5 17.0 3 . 4 x 1 0 " 8 . 8.1 .6
8 13-2 19.3 2.lxl0~8 11.3 1.0
»
TABLE X
Tabulated Optimum Results for Figures 5 through 13
Max. Mercury
Cone, in Corr. Sulfate Max. % Mercury
Figure Solution Concentration from Cinnabar Corr.
Number mm/l mm/l in Solution Sulfat
4 14.0 16.4 60 72
5 11.9 11.9 52 52
6 8.6 11.4 38 49
7 19.6 15.0 64 —
8 12.8 16.5 55 --
9 12.9 16.3 55 —
10 11.1 19.2 48 —
11 9.2 8.6 67 32
12 13.2 19.2 43 81
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